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PhosphateIkaite (CaCO3·6H2O) has only recently been discovered in sea ice, in a study that also provided ﬁrst direct evi-
dence of CaCO3 precipitation in sea ice. However, little is as yet known about the impact of physico-chemical pro-
cesses on ikaite precipitation in sea ice. Our study focused on how the changes in pH, salinity, temperature and
phosphate (PO4) concentration affect the precipitation of ikaite. Experiments were set up at pH from 8.5 to
10.0, salinities from 0 to 105 (in both artiﬁcial seawater (ASW) and NaCl medium), temperatures from 0 to
−4 °C and PO4 concentrations from0 to 50 μmol kg−1. The results show that in ASW, calcium carbonatewas pre-
cipitated as ikaite under all conditions. In the NaCl medium, the precipitates were ikaite in the presence of PO4
and vaterite in the absence of PO4. The onset time (τ) at which ikaite precipitation started, decreased nonlinearly
with increasing pH. In ASW, τ increased with salinity. In the NaCl medium, τ ﬁrst increased with salinity up to
salinity 70 and subsequently decreased with a further increase in salinity; it was longer in ASW than in the
NaCl medium under the same salinity. τ did not vary with temperature or PO4 concentration. These results indi-
cate that ikaite is very probably the only phase of calcium carbonate formed in sea ice. PO4 is not, as previously
postulated, crucial for ikaite formation in sea ice. The change in pH and salinity is the controlling factor for ikaite
precipitation in sea ice. Within the ranges investigated in this study, temperature and PO4 concentration do not
have a signiﬁcant impact on ikaite precipitation.
© 2014 The Authors. Published by Elsevier B.V. This is an open access article under the CC BY-NC-ND license
(http://creativecommons.org/licenses/by-nc-nd/3.0/).1. Introduction
Ikaite (CaCO3·6H2O) is a metastable phase of calcium carbonate,
which normally forms in a cold environment and/or under high pressure
(Marland, 1975). It is usually found in environments characterized by low
temperatures (below 4 °C), high pH, high alkalinity, elevated concentra-
tions of phosphate (PO4) and organic matter (Buchardt et al., 1997;
Rickaby et al., 2006). Although synthetic CaCO3·6H2O had already been
known from laboratory studies in the nineteenth century (Pelouze,
1865), it was ﬁrst found in nature at the bottom of the Ika Fjord in Green-
land (Pauly, 1963) and later in deep-sea sediments (Suess et al., 1982).
Recently, Dieckmann et al. (2008, 2010) discovered this mineral in sea
ice, which at the same time, was the ﬁrst direct evidence of CaCO3 precip-
itation in natural sea ice. The occurrence of CaCO3 is considered to play a
signiﬁcant role in the CO2 ﬂux of the sea ice system (Geilfus et al., 2012;
Rysgaard et al., 2007).
At present it is not clear whether ikaite is the only calcium carbonate
phase formed in sea ice (Dieckmann et al., 2010; Rysgaard et al., 2012).olf-Gladrow@awi.de
ieckmann),
i.de (G. Nehrke).
. This is an open access article underCalcium carbonate exists in six phases, namely, amorphous calcium car-
bonate (ACC), calcium carbonatemonohydrate (MCC), calcium carbonate
hexahydrate (ikaite) and three anhydrous phases: vaterite, aragonite and
calcite. Ikaite is more soluble compared to the three anhydrous phases
under normal atmospheric pressure (Bischoff et al., 1993). The precipita-
tion of ikaite occurs only when the ion activity product (IAP) of Ca2+ and
CO32− in the solution exceeds the solubility product of ikaite (Ksp, ikaite).
The activities of Ca2+ and CO32− can be derived from their concentrations
and activity coefﬁcients. The values of the activity coefﬁcient depend on
solution ionic strength and temperature. In seawater at salinity 35 and
temperature 25 °C, for example, the activity coefﬁcients γCa2+ = 0.203
and γCO3
2−= 0.039 (Millero and Pierrot, 1998) are much smaller than
1. In normal seawater at a temperature above 0 °C, seawater is undersat-
urated with respect to ikaite (Bischoff et al., 1993). The precipitation of
ikaite from seawater requires a higher concentration of Ca2+ and/or
CO32−, such as can be achieved in sea ice brine. Given the consideration
that brine salinity can easily be over 200 at a corresponding temperature
as lowas−40 °C (Eicken, 2003), this extreme environmentwould greatly
affect the chemical environment in brine with regard to calcium concen-
trations and dissolved inorganic carbon (DIC). Depending on the physico-
chemical environments as well as biological effect (respiration and
photosynthesis), brine pH can vary from less than 8 to up to 10
(Gleitz et al., 1995; Papadimitriou et al., 2007). Due to the inhibitingthe CC BY-NC-ND license (http://creativecommons.org/licenses/by-nc-nd/3.0/).
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(Burton andWalter, 1990; Reddy, 1977), it is assumed that elevated PO4
concentrations play a crucial role in ikaite formation (Buchardt et al.,
1997; Dieckmann et al., 2010). However, this has never been tested
under conditions representative for natural sea ice.
Despite of the apparent signiﬁcance of calcium carbonate precipita-
tion in sea ice, little is as yet known about the impact of physico-
chemical processes on ikaite precipitation in sea ice. Papadimitriou
et al. (2013) studied the solubility of ikaite in seawater-derived brines.
In their study, the Ksp, ikaite was measured in temperature–salinity
coupled conditions, and based on simple modeling it was concluded
that the precipitation of ikaite in sea ice possibly only occurs when
brine pCO2 is reduced. However, as the conditions leading to calcium
carbonate precipitation in brine are normally coupled, a variation in
sea ice temperature will change the brine salinity and also the chemical
environment. It has therefore not been possible to distinguish/identify
the dominant process that controls calcium carbonate precipitation
under conditions representative for natural sea ice. In this study, we
uncoupled the conditions in sea ice brine and each condition (pH, salin-
ity, temperature and PO4 concentration) was studied independently in
the laboratory, in order to investigate whether ikaite was the only
phase of calcium carbonate formed in sea ice and to qualify the effect
of pH, salinity, temperature and PO4 concentration on the precipitation
of ikaite.
2. Methods
2.1. Preparation of stock solutions
Artiﬁcial seawater (ASW) of different salinities was prepared accord-
ing toMillero (2006)with slightmodiﬁcations. Ca2+ andHCO3−were not
initially added in the ASW; the amount of NaHCO3 and CaCl2 was
compensated for by adding NaCl. The amount of salt needed at salinity
70 and 105 was two and three times of that at salinity 35 (Table 1). Ten
kilograms ASW of salinity 70 was prepared as a stock solution. In
addition, 1 kg ASW of salinity 35 as well as salinity 105 was prepared
separately. The salinity of the ASW stock solutions was checked with a
conductivity meter (WTW Cond 330i). Subsamples of 10 mL stock solu-
tion of salinity 70 and 105 were diluted to salinity 35 before beginning
with measurements; the differences between the theoretical and mea-
sured values were within ±0.2. Stock solutions of CaCl2 and NaHCO3 at
concentrations of 2.5 mol kg−1 (soln) and 0.5 mol kg−1 (soln) were
prepared by dissolving 183.775 g CaCl2·2H2O and 21.002 g NaHCO3
into 500 g solutions using de-ionized water and subsequently stored in
gas-tight Tedlar bags (SKC). All chemicals were obtained from Merck
(EMSURE® ACS, ISO, Reag, Ph Eur) except SrCl2 and H3BO3, which were
from Carl Roth (p.a., ACS, ISO).
2.2. Experimental setup
Four parameters were studied: pH (8.5 to 10.0), salinities (0 to 105)
both in ASW and the NaCl medium, temperatures (0 to−4 °C) and PO4Table 1
The compounds of ASW at different salinities.
Amount of salt (g) needed in 1000 g solution
Salt S = 35 S = 70 S = 105
NaCl 25.122 50.245 75.368
MgCl2·6H2O 10.738 21.477 32.215
Na2SO4 4.010 8.020 12.030
KCl 0.699 1.398 2.097
SrCl2·6H2O 0.024 0.048 0.072
KBr 0.100 0.200 0.300
H3BO3 0.025 0.051 0.076
NaHCO3 – – –
CaCl2·2H2O – – –concentrations (0 to 50 μmol kg−1). The standard values were pH 9.0,
salinity 70, temperature 0 °C, and PO4 concentration 10 μmol kg−1
and only one of these quantities was varied at a time. Experiments
were also carried out in the NaCl medium at salinities from 0 to 105 in
the absence of PO4 at pH 9 and temperature 0 °C.
In order to simulate the concentration processes of Ca2+ and DIC
during sea ice formation, stock solutions of CaCl2 and NaHCO3 (Ca2+:
DIC = 5:1, which is the typical concentration ratio in seawater) were
pumped from the Tedlar bags into a Teﬂon reactor vessel with 250 g
working solution using a high precision peristaltic pump (IPC-N,
Ismatec) at a constant pumping rate of 20 μL min−1 (Fig. 1). The solu-
tion was stirred at 400 rpm and the temperature was controlled by
water-bath using doublewalledwater jackets. pH electrodes (Metrohm
6.0253.100) were calibrated using NBS buffers 7.000 ± 0.010 and
10.012 ± 0.010 (Radiometer analytical, IUPAC standard). The pH of
the solution was kept constant by adding 0.5 mol L−1 NaOH which
was controlled by a titration system (TA20 plus, SI Analytics). pH and
the volume of NaOH added to the solution were recorded every 10 s.
Depending on the experimental conditions, the maximum input of
CaCl2, NaHCO3 and NaOH into the working solution during the experi-
ments is within a fewmL, which did not have a signiﬁcant effect on so-
lution salinity. Duplicates for each experimental condition were run in
parallel.
2.3. Onset time determination
Weuse the timespan between the start of the titration and the onset
of ikaite precipitation, called “onset time (τ)”, for the analysis of differ-
ent experiments. This onset time includes the time for the solution to
reach saturation (Ω= 1) with respect to ikaite and the time between
reaching the Ω = 1 level and the onset of precipitation (usually at a
much higher Ω value). Therefore, τ should be controlled by both ther-
modynamic and kinetic effects.
While ikaite is precipitated from the solution, CO2 is released, which
leads to a decrease in solution pH. This rapid change in pH could have
been used to ascertain the onset of precipitation. However, during the
experiment, pH in the solution was kept constant by the addition of
NaOH. Therefore, the change in NaOH volume added into the reactor
vessel was used to determine τ as indicated in Fig. 2. In order to obtain
a higher accuracy, τ was determined from the deviation of NaOH
volume change (ΔV) relative to the time interval (Δt = 2 min). The
point where the slope ΔV/Δt started to increase was considered as the
onset of ikaite precipitation.
2.4. Crystal identiﬁcation
Immediately after the crystals were precipitated, indicated by the
change in the volume of NaOH addition (Section 2.3), around 2 mL of
the well-stirred solution was sampled together with the crystals by
means of a pipette and quickly transferred to a glass petri dish. Themor-
phology of the crystals was characterized using a microscope (Zeiss,
Axiovert 200M) with an objective of 63× magniﬁcation. The phase
identiﬁcation of the crystals was done by means of Raman microscopy.
This method can be used to reliably distinguish between the various
polymorphs of calcium carbonate (Nehrke et al., 2012; Tlili et al.,
2001). The confocal Raman microscope (WITec®, Ulm, Germany) was
equipped with a diode laser (532 nm) and an Olympus® 20× Teﬂon
coated water submersible objective. During the Raman measurements,
crystals were maintained in the original solution and placed in a glass
petri dish, which was kept cold using an ice-water bath.
2.5. Evolution of the ion activity product of calcium and carbonate
The evolution of the IAP of Ca2+ and CO32− in the solution under dif-
ferent experimental conditions was calculated by using the chemical













Fig. 1. Experimental setup for calcium carbonate precipitation under varied experimental conditions.
12 Y.-B. Hu et al. / Marine Chemistry 162 (2014) 10–18the implementation of Ksp, ikaite according to Bischoff et al. (1993).
The solubility constant of ikaite (Ksp, ikaite) was derived from log
Ksp, ikaite = 0.15981 − 2011.1 / T, where T = K (Bischoff et al.,
1993). Since most equilibrium constants (including Ksp, ikaite) at high
salinities and low temperatures are not well known, extrapolations of
functional relationships had to be used. The input parameters for each
run were the same as used in the experiments, and the model was
run in the function of “titration”, simulating the experimental pumping
of CaCl2 and NaHCO3 into the working solution. As in most models, the
calculation of ionic activities is not very accurate at high salinities,
especially the calculation of CO32− activity, the evolution trends under
different experimental conditionswill be discussed in this study instead
of referring to the absolute values.2.6. CO2 system calculation
The fraction of CO32− in DIC (CO32− fraction, for short) under all the ex-
perimental conditions was calculated from pH and DIC by using CO2SYS
(Pierrot et al., 2006). The results of CO2SYS are not reliable for the calcu-
lation of the CO2 system at high salinities because the functional expres-
sions for the equilibrium constants are based on measurements over a
limited range of salinities and temperatures. Here, we chose two sets of
carbonate equilibrium constants, one from Mehrbach et al. (1973) as
reﬁtted by Dickson and Millero (1987) (referred to as constants_a), and
the other one fromMillero (2010) (referred to as constants_b), to evalu-
ate the sensitivity of the calculated CO32− fraction to uncertainties in the
magnitude of the equilibrium constants. The remaining parameters
were the same: KHSO4
− was from Dickson (1990); [B]T value was from






















Fig. 2.An illustration of a typical NaOH titration proﬁle obtained at pH9, salinity (ASW)70,
temperature 0 °C and phosphate concentration 10 μmol kg−1.for the CO2 system calculation were consistent with the experimental
conditions except that the DIC was ﬁxed at 2000 μmol kg−1 for each
run, since the change in DIC concentration does not affect the CO32− frac-
tion calculation.3. Results
3.1. Effect of experimental conditions on the calcium carbonate
polymorph precipitated
According to the vibration ν1 and ν4 of CO32−, two types of Raman
spectra were distinguished in this study. After a comparison with the
available references (Behrens et al., 1995; Tlili et al., 2001), ikaite was
identiﬁed by the vibrational modes ν1 (1071 cm−1) and ν4 (718 cm−1),
and vaterite was identiﬁed by the two doublets of the vibration
modes ν1 (1075 cm−1, 1090 cm−1) and ν4 (742 cm−1, 752 cm−1).
In ASW, according to the Ramanmeasurements (Fig. 3a), ikaite is the
only calcium carbonate polymorph precipitated at pH ranging from 8.5
to 10.0, salinities from 0 to 105, temperatures from 0 to−4 °C and PO4
concentrations from 0 to 50 μmol kg−1. The morphology of ikaite crys-
tals precipitated from ASW is similar under all the conditions, with an
average crystal size of approximately 20 μm (Fig. 3b). The morphology
resembles that of natural ikaite crystals found in sea ice (Rysgaard
et al., 2013), however, crystals in our study are generally smaller.
In the NaCl medium, and the presence of 10 μmol kg−1 PO4, accord-
ing to the Ramanmeasurements (Fig. 3c), ikaite is the only precipitate in
the salinity range from 0 to 105. The crystal size is similar to the one ob-
served for the crystals precipitated from ASW. However, themorpholo-
gy of ikaite crystals differs (Fig. 3d). In the absence of PO4 and the same
salinity range, vaterite (see Raman spectrum given in Fig. 3e) is the
dominant calcium carbonate polymorph precipitated and only few
ikaite crystals were observed. The small spherical crystals shown in
Fig. 3f are vaterite with an average size of ~2 μm (within the same
size range as described by Nehrke and Van Cappellen (2006)) whereas
the large crystal in the middle of Fig. 3f is ikaite.3.2. Onset time of ikaite under different experimental conditions
Onset time (τ) under different pH, salinities (both in ASW and NaCl
medium), temperatures and PO4 concentrations is illustrated in
Fig. 4(a–d) and Table 2. At pH from 8.5 to 10.0, τ decreases nonlinearly
with increasing pH; it decreases steeply at low pH and then slows down
at high pH. At salinities from 0 to 105, in ASW, τ increases with salinity;
in the NaCl medium, τ ﬁrst increaseswith salinity and above salinity 70,
it decreases slightly. τ is longer in ASW than in the NaCl medium under



















































Fig. 3. Ikaite Raman spectrum (a) and morphology (b) obtained at the experimental condition pH 9.0, salinity (ASW) 70, temperature 0 °C, phosphate concentration 10 μmol kg−1, and
representative for all precipitates in the ASWmedium. Ikaite Raman spectrum (c) and morphology (d) obtained at the experimental condition pH 9.0, salinity (NaCl medium) 70, tem-
perature 0 °C, phosphate concentration 10 μmol kg−1, and representative for all precipitates in the NaCl medium in the presence of PO4. Vaterite Raman spectrum (e) and morphology
(f) obtained at the experimental condition pH 9.0, salinity (NaCl medium) 105, temperature 0 °C, phosphate concentration 0 μmol kg−1, and representative for all precipitates in the
NaCl medium in the absence of PO4.
13Y.-B. Hu et al. / Marine Chemistry 162 (2014) 10–18temperature range from 0 to−4 °C and in the PO4 concentration range
from 0 to 50 μmol kg−1.
3.3. Evolution of the ion activity product of Ca2+ and CO3
2−
The evolution of the common logarithmic ion activity product of
Ca2+ and CO32− (log (IAP)) until the onset of ikaite precipitation and
the solution supersaturation at the onset of ikaite precipitation (Ω=
IAP / Ksp, ikaite) under different pH, salinities (both in ASW and NaCl me-
dium), temperatures and PO4 concentrations are illustrated in Fig. 5(a–
e) and Table 2. At pH from8.5 to 10.0, the rates of log (IAP) evolution are
much faster at higher pH but the evolution curves are getting closer
with the increase in pH. Ω increases with increasing pH. At salinityfrom 0 to 105, log (IAP) evolution shows a similar pattern in ASW and
NaCl medium: that is at salinity 0, the evolution is much faster than
those at salinities equal or larger than 35. And the evolution curves
are getting closerwith the increase in salinity. The rates in log (IAP) evo-
lution are slower in ASW than those in the NaCl medium under the
same salinity conditions. For example, at salinity 70, the time to reach
ikaite solubility (ts) is 72min in ASWwhile it is 65min in the NaCl me-
dium (Table 2).Ω is similar in ASW in this studied salinity range; while
it decreases with increasing salinity in the NaCl medium. At tempera-
tures from 0 to−4 °C, the curves of log (IAP) evolution overlap as do
the curves of log (IAP) evolution at PO4 concentrations from 0 to
50 μmol kg−1. There is no signiﬁcant difference inΩ in this temperature


















































Fig. 4. Changes in τwith pH (a), salinity (b), temperature (c) and phosphate concentration (d).
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4.1. Ikaite crystal size
The smaller size of ikaite crystals in our experiments compared to
those found in natural sea ice might be due to the much faster precipi-
tation rate under laboratory conditions, which favors calcium carbonate
nucleation over further growth of crystals (Vekilov, 2010). In sea ice, the
precipitation of ikaite probably goes through a much slower process,
allowing the crystals to grow larger. However, the size of natural ikaite
in sea ice could also be limited by the dimensions of the brine pockets or
brine channels (Dieckmann et al., 2008).Table 2
Pumping time until the solution reaching ikaite solubility (ts), onset time (τ) and the comm
supersaturation (Ω = IAP / Ksp, ikaite) at the onset of ikaite precipitation under different pH, s
The standard deviation of τ and log (IAP) is derived from duplicate experiments.
Exp. conditions Exp. variations t
















PO4 concentration effect: at pH 9.0,




50 μM4.2. Effect of PO4 on the polymorph of calcium carbonate precipitated
The different precipitates in the NaCl mediumwith andwithout PO4
indicate that the presence of PO4 is important for ikaite formation in the
NaCl medium. This result is consistent with other studies stating that
ikaite is usually found in an elevated PO4 environment (Buchardt
et al., 1997; Council and Bennett, 1993).
The different precipitates in ASW and the NaCl medium in the ab-
sence of PO4 indicate that PO4 is not crucial for ikaite formation in
ASW. It has been reported (Bischoff et al., 1993; Fernández-Díaz et al.,
2010) that Mg2+ and SO42− ions in seawater could also inhibit the for-
mation of more stable phases of calcium carbonate, and thus couldon logarithmic ion activity product of calcium and carbonate (log (IAP)) and solution
alinity (ASW and NaCl medium), temperature and phosphate concentration conditions.
s (min) τmin Log (IAP) Ω
12 193 ± 5.3 −6.73 ± 0.025 3.02
72 134 ± 1.8 −6.67 ± 0.011 3.47
54 118 ± 0.7 −6.53 ± 0.005 4.68
46 109 ± 2.6 −6.48 ± 0.020 5.37
28 67 ± 2.2 −6.59 ± 0.021 4.17
62 116 ± 6.1 −6.68 ± 0.051 3.47
72 134 ± 1.8 −6.67 ± 0.011 3.47
78 157 ± 0.6 −6.61 ± 0.003 3.98
28 67 ± 2.2 −6.59 ± 0.021 4.17
58 103 ± 6.5 −6.72 ± 0.049 3.09
65 112 ± 1.8 −6.74 ± 0.014 2.95
70 106 ± 2.4 −6.84 ± 0.019 2.29
72 134 ± 1.8 −6.67 ± 0.011 3.47
69 128 ± 3.7 −6.73 ± 0.023 3.39
66 130 ± 2.7 −6.74 ± 0.017 3.72
60 NA NA NA
72 131 ± 6.0 −6.69 ± 0.037 3.31
72 127 ± 3.9 −6.71 ± 0.024 3.16
72 134 ± 1.8 −6.67 ± 0.011 3.47
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S = 35 (NaCl)
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T = 0 deg
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PO4 = 0 µM
PO4 = 5 µM
PO4 = 10 µM
PO4 = 50 µM
Ikaite solulibity at 0 deg
Fig. 5. Evolution of log (IAP) at different pH levels (a), salinities in ASW (b), salinities in the NaCl medium (c), temperatures (d) and phosphate concentrations (e).
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sea ice even at very low PO4 concentrations (Dieckmann et al., 2010).
4.3. Effect of experimental conditions on ikaite precipitation
According to the evolution curves of log (IAP) under all the experi-
mental conditions, we can conclude that τ is mainly controlled by the
rates of log (IAP) evolution and also greatly affected by the kinetic effect,
such as inhibitor ions. In the following sub-sections, the effect of exper-
imental conditions on ikaite precipitation will focus on the factors con-
trolling the rates of log (IAP) evolution as well as the kinetic effect.
4.3.1. pH effect
In ASWat a constant salinity of 70 and temperature of 0 °C, the activ-
ity coefﬁcients of both Ca2+ and CO32− do not change. Therefore, we
only need to focus on the change in CO32− concentrationwith variations
of pH. According to the calculation results fromCO2SYS, under the same
conditions, the results obtained by using constants_a and constants_b
show a similar trend (Fig. 6a). The increase in pH can greatly increase
the CO32− fraction in this studied pH range, resulting in amuch faster ap-
proach to ikaite solubility (Fig. 5a). However, the decrease in τwith pH
is not linear, which is much faster at low pH than at high pH. This is be-
cause the CO32− fraction cannot increase inﬁnitely; the increase in the
CO32− fraction will slow down at high pH and the CO32− fraction willapproach 1. We can speculate that above a certain pH (depending on
the salinity and temperature conditions, since the CO32− fraction is
also affected by them, as is discussed in Sections 4.3.2 and 4.3.3), the in-
crease in pHwill not have an impact on the CO32− fraction, and therefore
has no effect on ikaite precipitation.We notice thatΩ in this studied pH
range increases from 3.02 to 5.37 with increasing pH (Table 2). This in-
dicates that if the evolution of log (IAP) is slow, ikaite could be precipi-
tated at a much lower supersaturation level. This is also conﬁrmed by a
second study, which shows that at different pumping rates of Ca2+ and
DIC, Ω is low at slow pumping rates (Hu et al., submitted).
4.3.2. Salinity effect
The different trends in τ in ASW and the NaCl medium indicate
that the effect of salinity on ikaite precipitation is not straightfor-
ward. First, according to the calculation results from CO2SYS, al-
though there is large uncertainty in predicting the exact CO32−
fraction change with salinity at high salinities, both the results obtained
from two sets of constants show a similar trend (Fig. 6b): the CO32− frac-
tion increases with salinity (referred to as a positive effect). However,
the increase in salinity implies an increase in ionic strength as well
and thus a reduction in the activities of both Ca2+ and CO32− (referred
to as a negative effect). This negative effect is much stronger in ASW
than in the NaCl medium, since there are ion species like SO42− and




























































PO4  concentration (µM)
d
Fig. 6. CO32− fraction relative to pH (a), salinity (b), temperature (c) and phosphate concentration (d) based on two sets of constants (constants_a, in blue triangle; constants_b, in red
square). (For interpretation of the references to color in this ﬁgure legend, the reader is referred to the web version of this article.)
16 Y.-B. Hu et al. / Marine Chemistry 162 (2014) 10–18CO32− (Kester and Pytkowicz, 1969; Pytkowicz and Hawley, 1974), and
thus further reduce the activities of Ca2+ and CO32−. This explains the
slower evolution of log (IAP) in ASW than in the NaCl medium under
the same salinity conditions.
In ASW or NaCl medium, the rates in log (IAP) evolution are slower
at higher salinities but the evolution curves of log (IAP) from salinity 35
to 105 are getting closer (Fig. 5b & 5c), indicating that thenegative effect
slightly overweighs the positive one, but that the differences between
them become smaller with increasing salinity. However, τ decreases
slightly above salinity 70 inNaClmedium. According to a study of calcite
crystallization by Bischoff (1968), the calcite nucleation rate was found
to be proportional to the square root of solution ionic strength. Thus, we
speculate that the increase in salinity (ionic strength) might also accel-
erate ikaite nucleation rate, which explains the decrease in Ω with in-
creasing salinity in the NaCl medium. Nevertheless, the large increase
in τ in ASW in the same salinity range requires another explanation. It
was shown by other studies (Reddy and Wang, 1980; Zhang and
Dawe, 2000) that Mg2+ can strongly retard calcium carbonate precipi-
tation. Therefore, we might speculate that the longer τ at higher salin-
ities in ASW is due to the presence of Mg2+; the inhibiting effect
becomes stronger with increasing Mg2+ concentration and this effect
overweighs the ionic strength catalysis in ASW.4.3.3. Temperature effect
The similar τ at temperatures from 0 to −4 °C indicates that the
change in temperature does not have a signiﬁcant impact on ikaite pre-
cipitation in this studied temperature range. According to the calcula-
tion results from CO2SYS, although the absolute values of the change
in the CO32− fractionwith pH from two sets of constants are quite differ-
ent, the trend is similar (Fig. 6c): the decrease in temperature only
slightly reduces the CO32− fraction, which explains the overlapping of
log (IAP) evolution curves in Fig. 5d. On the other hand, log Ksp, ikaite de-
creases by 0.11 from temperature 0 to−4 °C (Fig. 5d), indicating that
lower temperatures would favor the precipitation of ikaite. However,
no clear trend of temperature effect on ikaite precipitation can be con-
cluded from this narrow studied temperature range.Unfortunately, based on the relationship between salinity and
temperature in sea ice (Feistel, 2008), the freezing temperature of
brine is−4.03 °C at salinity 70, which limited the range of temper-
ature investigated in this study. Nevertheless, according to the
trend in the time required to reach ikaite solubility (ts) in Table 2,
we see a steady decrease in ts with decreasing temperature as low
as−10 °C as predicted by the model calculations. Thus, from a ther-
modynamic point of view, we could infer that lower temperatures
might have slightly positive inﬂuence on ikaite precipitation. How-
ever, we cannot exclude the kinetic effect that might arise from
lower temperatures and thus the overall effect of temperature on
ikaite precipitation at lower temperatures (b−4 °C) remains
unknown.4.3.4. PO4 effect
The similar τ at PO4 concentrations from 0 to 50 μmol kg−1 indicates
that the change in PO4 concentration does not have an impact on ikaite
precipitation in this studied PO4 concentration range. According to the
calculation results from CO2SYS, although the CO32− fraction obtained
from two different sets of constants largely differs, both show a similar
trend (Fig. 6d): the CO32− fraction is not affected by PO4 concentrations.
On the other hand, the concentrations of PO4 investigated in this study
even as high as 50 μmol kg−1 are much lower compared to the bulk so-
lution indicating that the change in PO4 concentration has no impact on
the solution ionic strength at salinity 70. So the change in PO4 concen-
tration barely affects the activities of Ca2+ and CO32−. From a thermody-
namic point of view, the change in PO4 concentration on the solution
ionic strength, activities of Ca2+ and CO32− and thus on IAP evolution
is negligible. This explains the overlapping of log (IAP) curves in this
studied PO4 concentration range. However, besides the thermodynamic
effect, kinetics due to the inhibiting effect of PO4 is also considered to
play an important role in calcium carbonate precipitation. It was
shown in other studies (Morse et al., 2007; Reddy, 1977) that PO4
could strongly retard the precipitation of calcite and aragonite in the so-
lution. According to our results on Ω (Table 2), which shows no differ-
ence in the studied PO4 concentration range, it appears that PO4 does
17Y.-B. Hu et al. / Marine Chemistry 162 (2014) 10–18not have any kinetic effect on ikaite precipitation either,which is consis-
tent with the study of Bischoff et al. (1993).
4.4. Application to natural sea ice scenario
In natural sea ice, temperature is the driving force for the physico-
chemical processes in sea ice brine. With the decrease in brine tempera-
ture, brine salinity aswell as the concentrations of Ca2+ andDIC increases
correspondingly. However, the change in temperature might not have a
signiﬁcant direct impact on ikaite precipitation. Ikaite precipitation in
natural sea ice is mainly controlled by the brine concentration rate, pH
and salinity (ionic strength and the concentration of inhibitor ions).
Ikaite precipitation in natural sea ice is mainly found in the upper
layer, and the concentration of ikaite decreases with sea ice depth
(Dieckmann et al., 2008; Fischer et al., 2013). This might be due to the
high concentrations of Ca2+ and DIC resulting from high concentration
rates of brine solutions in the upper layer of the cold sea ice, even
though low pH and high salinities in this layer are not the favored
conditions.
Recently, high concentrations of ikaite were found in both the top
and bottom of sea ice with a minimum in the middle section of sea ice
(Geilfus et al., 2013). The reason for the high ikaite concentrations on
the top of sea ice should be the same as in the ﬁrst case; the increase
in ikaite concentration in the bottom of sea ice is probably caused by
the increase in pH due to the photosynthetic activity. Brine pH has
been reported to be as high as 10 in sea ice (Gleitz et al., 1995). As a re-
sult, although the brine concentration in the bottomof sea ice is lowdue
to thewarm sea ice, the dramatic increase in brine pH due to the photo-
synthetic activity would greatly increase the CO32− fraction thus en-
hancing the likelihood of ikaite precipitation in sea ice, even though
the concentrations of Ca2+ and DIC are low due to relatively warmer
sea ice.
It is important to point out that in our experimental design, the
solution pH was kept constant during the course of experiment. Howev-
er, in natural sea ice, the precipitation of ikaite will lead to a decrease in
pH, resulting in a decrease in solution supersaturation. As a consequence,
the equilibrium between the solid phase and liquid phase could be
established in a short time and thus the precipitation will cease until
the equilibrium is broken again by further concentration of brine solution
and/or pH change.
5. Conclusions
The effect of physico-chemical processes in sea ice on calcium
carbonate precipitation was investigated. Ikaite (CaCO3·6H2O) is the
only polymorph of calcium carbonate precipitated under all studied
experimental conditions in artiﬁcial seawater (ASW), suggesting that
ikaite is very likely the only polymorph of calcium carbonate formed
in natural sea ice as well. PO4 is crucial for ikaite formation in the NaCl
medium. However, it is not important for ikaite formation under ASW
conditions. pH is the controlling factor in ikaite precipitation due to its
strong impact on CO32− concentrations. Ionic strength has two opposite
thermodynamic effects on ikaite precipitation, as the change in solution
ionic strength affects the CO32− concentrations and the activities of Ca2+
and CO32− in opposite directions. The increase in ionic strength could
also kinetically accelerate the ikaite nucleation rate. In ASW, the
presence of inhibitor ions could strongly retard ikaite precipitation.
The large variations in PO4 concentrations have no impact on ikaite
precipitation, indicating that ikaite precipitation is neither thermody-
namically nor kinetically affected by PO4.
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